Abstract. Measurements of SO2 and 03 uptake by sea-salt and NaC1 aerosol were made in a 600 m 3 environmental chamber by measuring the rate of SO2 and 03 depletion during nebulization of seawater and NaC1 solutions. The experiments were carried out with starting relative humidity between 80% and 92%, with SO2 concentrations between 35 and 60 ppb, and ozone concentrations between 0 and 110 ppb. For NaC1, no SO2 or 03 uptake was observed. For sea-salt aerosol, uptake in the range of 0.21 and 1.2 millimoles of S per liter of (nebulized) seawater was observed. Surprisingly, no 03 uptake was observed even though the residence time of the aerosol in the chamber was long compared to the time required for the predicted S(IV)-O3 reaction to occur. Several S(IV) oxidation schemes are considered to explain these observations. The Cl-catalyzed aerobic mechanism as formulated by Zhang and Millero [1991] from empirical data best explains our observations. The Cl-catalyzed S(IV) reaction decreases rapidly with decreasing pH, making it important only at pH>-5.5. This rapid decrease with pH explains why SO2 uptake was not observed in the NaC1 aerosol and observed at a level approaching the seasalt alkalinity in the case of sea-salt aerosol.
Introduction
The possible roles which sulfate-containing particles play in both the direct and indirect climate forcing make it imperative that the sinks of SO2, the distribution of sulfate between various gas-to-particle conversion mechanisms, and the partitioning of sulfate on various sizes be understood. It is well known that marine boundary layer (MBL) aerosol contains sulfate in excess of that found in bulk seawater. This excess is referred to as non-sea-salt (nss) sulfate. Typical -3 values ofnss-sulfate lie in the range from 0.15 to 0.65 gg m [Fitzgerald, 1991 ] . Since there is no known mechanism for enriching sulfate during aerosol formation, the nss-sulfate is assumed to be of atmospheric origin. In the atmosphere, SO2 can be converted to sulfate either heterogeneously on aerosol and cloud particles or homogeneously in the gas-phase with subsequent condensation onto particulates.
The amount of SO2 absorbed into liquid particles is highly pH-dependent. As the pH increases, an ever larger fraction of the absorbed SO2 is in the form of bisulfite and sulfite ions resulting in a dramatic increase of the effective Henry's law constant [e.g., Martin, 1984; Seinfeld and Pandis, 1998 ]. The oxidation of dissolved SO2 (as S(IV)) has been widely studied, especially in connection with cloud and acid rain Sievering-et al. [1991, 1992] estimated the contribution of heterogeneous sulfur conversion in sea-salt particles during the Coordinated Air-Sea Experiment (CASE) of the Western Atlantic Ocean Experiment (WATOX) sampling program and attributed the nss sulfate to oxidation of S(IV) in sea-salt aerosol by ozone. Because of the rapidity of the O3-S(IV) reaction at high pH, this mechanism is the prime suspect for initial sulfate formation in sea-salt aerosol. In a chemical modeling study, Chameides and Stelson [1992] found that (within the mechanisms included in the model) nearly all nsssulfate could be attributed to O3 oxidation of S(IV). This reaction proceeds rapidly until the alkalinity of the aerosol is expended and the aerosol pH drops below 6. Therefore the flux of alkalinity from the sea surface to the atmosphere in the MBL should be the controlling factor in the formation of nsssulfate.
cloud processing. Others have also pointed out the importance of cloud processing in the formation of nss-sulfate [i.e., Hegg and Hobbs, 1982; Hoppel et al., 1986] . Sievering et al. [ 1999] suggest that the alkalinity of newly formed seasalt aerosol may be greater than in bulk seawater since biogenic CaCO3 skeletal fragments are known to concentrate in the surface microlayer water from which sea-salt aerosol are formed. This enhanced alkalinity could cause greater nsssulfate from 03 oxidation. Keene et al. [1998] suggest that other soluble acidic gases in the MBL would also presumably titrate the sea-salt alkalinity diminishing the potential for S(IV) oxidation by ozone. They further suggest that an important alternative mechanism for S(IV) oxidation may be the one proposed by Vogt et al. [1996] where HOC1 and HOBr are formed by an autocatalytic reaction cycle. Vogt et al. [1996] suggest that this mechanism can account for 60% of the S(IV) conversion in the aerosol phase (20% by HOBr and 40% by HOC1). Surprisingly, we could find very few papers giving results of laboratory measurement of SO2 uptake and conversion of S(IV) to S(VI) in authentic sea salt aerosols. Clarke and Williams [1983] and Clarke and Radojevic [1983, 1984] measured high conversion rates in bulk seawater and in seasalt aerosol which they attributed to Cl-catalysis. Zhang and Millero [1991] , in a more complete study, found high conversion rates at high pH values in bulk solutions of both NaC1 and authentic seawater. Gund et al. [1991] measured SO2 uptake in sea-salt aerosol and found the rate to be substantial and strongly dependent on the relative humidity (RH). Miller et al. [1987] found enhanced sulfate production in cloud droplets formed on NaC1 and sea-salt particles; however, since cloud droplets are much more dilute than seasalt aerosol, these results are not directly applicable to this study.
In the present paper the results of measurements of SO2 uptake by NaC1 in authentic sea-salt aerosol are presented and discussed. The experiments were part of the National Ocean Parmership Program (NOPP) Aerosol Processes Studies Experiment carried out in the Calspan 600 m 3 Environmental Chamber.
Experiment
The Calspan 600 m 3 chamber is 9.1 m in diameter and 9.1 m high with a 590 m 3 volume and surface area of 394 m 2.
The inside is covered with a Teflon coating except for windows of borosilicate glass (Pyrex TM) which cover the irradiation lamps. The lmnps were not used in the experiments described in this paper. There is a large (1 m diameter), Teflon-coated variable-speed mixing fan to homogenize the chamber. The filtering system for the chamber incorporates absolute particulate filters which permits removal of essentially all particles (<1 condensation nucleus cm-3). Impregnated charcoal filters enable i•emoval of gaseous contaminants. The chamber is equipped with a wallwetting ring located along the top circumference of the chamber. Deionized water is supplied to the ring by a highpressure pump. More information on the chamber as it relates to the NOPP experiments is given by Hoppel et al. [1999] . are 2-min averages after 20 min of nebulization, and the relative humidity was 78%, whereas the starting relative humidities for the experiments shown later were 89% to 92%.
Before each run the chamber was filtered so that the background aerosol, ozone, and SO2 concentrations were below the detection limits of the monitors. Ozone and SO2 were then added to the chamber at about the 80 ppb level, and the wall loss for both O3 and SO2 were monitored for about 20 min. After sufficient data were acquired to establish wall loss, the nebulizer was turned on, and the SO2 and ozone depletion was monitored until the SO2 concentration reached about 20 ppb, at which time the nebulizer was turned off, and the wall loss after the nebulization was measured.
Experimental Results
Data were acquired for nebulization of (1) distilled water, The slope prior to nebulization was characteristic of SO2 wall loss in a clean chamber after the (Teflon-coated) walls have been washed down with deionized water and dried by overnight filtering. This NaC1 run was the first experiment of the day on October 22 and the walls had been washed down the night before. For the subsequent runs on October 22 the walls were not washed down, but the chamber air was filtered to remove aerosol and gas-phase reactants prior to the next experiment. Notice that in the subsequent experiments shown in Figures 3 and 4 , the starting SO2 wall loss was about the same as that at the end of the NaC1 run. For this reason, we interpret the change in slope during the NaC1 run as due to an increase in wall loss and not a slow reaction in the NaC1 aerosol residing in the chamber.
Figures 3 and 4 show similar plots for the enhanced uptake of SO2 when Sigma and University of Delaware supplied seawater were nebulized in the chamber. Surprisingly, we observed no corresponding uptake of ozone as we had expected based upon the hypothesis that the S(IV)-O3 reaction would occur in the highly alkaline sea-salt particles. To obtain the SO2 uptake by the aerosols, as distinguished from wall losses, it was assumed that the change in gas-phase SO2, denoted here as { SO2} (ppb), can be written as During the chamber characterization experiments in May of 1998 a larger number of nebulization experiments were carried out as we tested and adjusted the nebulizer flow. Tests using triply distilled water during the May experiments showed no observable uptake of SO2 and no observable change in wall loss. Of course, with distilled water, the resulting aerosol load was very small since the aerosol particles resulting from evaporation of distilled water droplets are much smaller than for the case of solution droplets. During the May characterization experiments we were puzzled by the lack of ozone uptake comparable to that of SO2, as would be expected if the SO2-O3 reaction were occurring in sea-salt aerosol, so we varied the ozone concentrations from 5 times the concentration of SO2 to zero in the chamber and found the SO2 uptake by sea-salt aerosol similar to that shown in Figures 3 and 4 with no observable 03 uptake regardless of the 0 3 concentration. Unfortunately, there were no aerosol filter samples with which to confirm sulfate formation in the aerosol during the May deployment. October runs. For the October runs the uptake of SO2 ceased less than a minute after nebulization ceased, almost within the response time of the instruments (see Figures 3 and 4) . For the higher nebulization rate used during the four May runs shown in Table 1 , it took about 2 min after nebulization ceased for the enhanced SO2 loss rate to relax back to the wall loss rate. Consequently, the fit of the data to equation (2) 
Discussion
The above experiments employing aerosols generated from real seawater show a large uptake of S02 and sulfate formation without uptake of ozone even though ozone was available. There was no comparable uptake of SO2 in pure NaC1 aerosol. NaC1 makes up 78% of sea salt by weight.
Predicted Uptake of S(IV) in Seawater
It is well known [Martin, 1984] Figure 7 indicates an uptake of about 1.4 millimoles for an SO2 concentration of 10 ppb, whereas the uptake of S(IV) drops to about 11 micromoles when buffering is absent (concentrations cited are for the nondilute case). Because CO2 is not removed by the chamber's activated charcoal filtering system and will dissolve and contribute to acidity, we also included 350 ppm CO2 in some of the runs. However, the addition of CO2 to the system had only a small effect as shown by the lowering of [S(IV)] indicated by the dashed lines in Figure 7 .
In Figure 8 , the above [S(IV)] results have been translated to equivalent SO2 uptake (in ppb) required to establish equilibrium at a given gas-phase SO2 concentration, assuming that one liter of seawater is nebulized into the volume of the chamber. One liter of seawater dispersed in the chamber would require uptake of about 52 ppb of SO2 in solution before equilibrium is reached with one ppb in the gas phase; an uptake of about 80 ppb would be required for 100 ppb SO2 in the gas phase. This large uptake, even at low SO2 concentrations, is required to titrate the seawater alkalinity and is shown by the horizontal line on Figure 7 .
The dilute solution approximation can be relaxed by using the results of Millero e! al. [1989] , who measured the uptake of SO2 as a function of ionic strength in NaC1 solutions. Since sea salt is about 78% (by weight) NaC1, using the effect of NaC1 ionic strength for S(IV) uptake should be a reasonable approximation for sea salt. Using the results of Millero et al. is equivalent to determining the activity coefficients as a function of ionic strength required for nondilute solutions calculations. The ionic strength of the aerosol in equilibrium at the relative humidity of the chamber is greater than the ionic strength of seawater. We have determined the ionic strength of the aerosols by using the results of Tang et al. [ 1997] , who measured the water uptake for sea-salt aerosol as a function of relative humidity. The result, when we include the effect of ionic strength for a chamber humidity of 90%, is also shown in Figures 7 and 8 . Including the effect of ionic strength of the solution lowers the S(IV) uptake significantly, but does not change the big picture that the uptake of S(IV) is greatly enhanced by the alkalinity of sea salt.
If the experimentally determined uptake of SO: is 0.0012 moles of S(IV) per liter of nebulized seawater, as given in Table 1 , we see that the observed value is close to the calculated value shown in Figure 7 
SO2 oxidation by 03.
Since (1) the SO:-O3 reaction has been well characterized and was suspected to be the dominant mechanism in the high pH sea-salt aerosol and (2) since the SO:-O3 reaction turned out not to be important in our experiments, we look at the timescale of this reaction to see if the timescale of our experiment was such that we would expect the SO2-03 reaction to have occurred.
The liquid-phase oxidation rate of S(IV) by O3 can be written as [Hoffmann, 1986] Figure 9 as a function of pH and is so fast above a pH of about 5 that it is transport-limited [Schwartz, 1988] . For the case of the SO2-O3 reaction the transport limitation is primarily due to liquid phase transport of ozone [Schwartz, 1988] , and is a strong function of particle radius. (6)) with and without liquid-phase transport limitation for 03 are shown in Figure 10 where the charge balance includes the alkalinity, S(IV), and S(VI) ions as they are generated in the particle. The solution shown is for the case when the concentration of SO2 is held constant at 20 ppb and the 03 concentration is 80 ppb. For the transported limited case the particle radius is taken to be 5 gm. With no transport limitations the sulfate is formed and the buffering used up in a few seconds. For the transport-limited case the sulfate formation requires times on the order of a couple of minutes, and the [H +] increase is delayed by the buffering.
of the S(IV) species and Ho is Henry's constant for ozone. The equations for the sulfite and bisulfite ions are given by equations (4) and (5). The oxidation rate given by equation (6) is plotted in
The total sulfate, [S(VI)], formed is approximately half the alkalinity. The factor of 2 results from the double charge of the sulfate ion. The initial alkalinity of the aerosol was almost 5 times greater than seawater because it was assumed to be in equilibrium with an ambient RH of 90%.
The time constant (-2 min) for the transport limited 03-SO2 reaction in a 5 gm particle shown in Figure 10 is about an order of magnitude less than that for deposition of the largest particles, estimated in section 2 to be about 15 min.
Since we saw no decrease of 03 in our experiments, we conclude that some other reaction was occurring at a faster rate, consuming the S(IV) and lowering the pH of the particle; otherwise, the 03 reaction would have occurred and been reflected in a loss of 03. conversion by 03 is shown in Figure 10 over a 10 min period. The Cl-catalyzed rate is faster initially at high pH but both eventually reach about the same final value which is largely determined by the alkalinity of the solution droplet. If we were to add the transport limitations for S(IV) for the C1-catalyzed case, we would undoubtedly see some slowing of the reaction; however, the transport limitation for S(IV) is much less severe than that for ozone [Schwartz, 1988] , making the Cl-catalyzed reaction the preferred rate at high pH.
Iron (Fe
It should be clear that the large S(IV) conversion predicted in both cases is due to the alkalinity of seawater. For the case of NaC1 aerosol there is plenty of C1 to catalyze the reaction, but no buffering. For both mechanisms the reaction slows quickly with decreasing pH. Without the buffering to sustain the uptake of SO2, the amount of S(IV) required to lower the pH and turn off the reaction is very small, on the order of 10 • whereas the amount of S(IV) required to expend the alkalinity of seawater is almost 3 orders of magnitude greater. This is why we were unable to detect uptake of SO2 in our experiment with NaC1 aerosol. Even though the Cl-catalyzed reaction may have been taking place in the NaC1 aerosol, the reaction shuts down before a detectable amount of SO2 was removed from the chamber.
In earlier studies, Clarke and Radojevic [1983, 1984] also observed the Cl-catalyzed reaction to be second order in S(IV) in bulk NaC1 and seawater. In additional experiments with NaC1 and sea-salt aerosol, Clarke and Williams [1983] and Clarke and Radojevic [1984] found more SO2 uptake by NaC1 aerosol than by sea-salt aerosol. This is in stark contrast to our observations which indicate that SO2 uptake by NaC1 aerosol was unobservable while SO2 uptake by sea-salt approached the molar value of the sea-salt alkalinity. 1984] . In our experiments the surface-to-volume ratio was more than an order of magnitude smaller, and we accounted for wall loss throughout the duration of the experiment. We hasten to point out that the rate constants determined by ZM were for ionic strengths equal to or less than that of seawater, and for S(IV) concentrations the order of 10 gM. At the RH of the chamber the salinity of the aerosol was 3 to 5 times greater than that of seawater, and the S(IV) uptake was more than 2 orders of magnitude greater than 10 gM. A plot of the rate constant as a function of the square root of the ionic strength (Figure 3 of ZM) indicates a leveling off of the rate constant with increasing ionic strength and suggests that using the rate constant for seawater may be a reasonable approximation. Since there is an abundance of C1 ions, we would not expect the rate constant to be highly S(IV)-dependent. We further point out that even if the rate constant were 2 orders of magnitude less than shown in Figure 9 at pH greater than about 6.5, the ZM mechanism would still be greater than the 03 oxidation mechanism and none of the above conclusions would be significantly altered. Zhang and Millero [ 1991 ] 
Conclusions
Uptake of SO2 by sea-salt aerosol generated by nebulizing authentic seawater into Calspan's 600 m 3 environmental chamber ranged from about 7 to 44 ppb per liter of seawater nebulized (or 0.2 to 1.2 millimoles of S per liter of seawater nebulized). Since the measured titration alkalinity of seawater is 2.2 millimoles per liter, approximately 1.1 millimoles of sulfite or sulfate ions are required to titrate the alkalinity. For the two experiments carried out in October, filter samples of the aerosol taken at the end of nebulization were available and indicated the sulfur was present as sulfate on the filter at a level commensurate to the observed uptake of SO2. Since no particular care was taken to preserve the oxidation state of S during filter storage prior to analysis, we cannot exclude the possibility that the S(IV) was converted to S(VI) on the filter. However, given the rapidity of the C1-catalyzed reaction and the 03 reaction with S(IV) discussed in the previous section, it seems likely that the reaction occurred in situ prior to collection of the aerosol.
These experiments were conducted with various levels of ozone added to the chamber. Unlike SO2, there was no observed uptake of ozone by the sea-salt aerosol, even though calculations indicate that the residence time (~20 min) of the aerosol in the chamber was sufficiently long for the S(IV) -03 reaction to have taken place. These calculations include the transport limitations due to liquid-phase and interface transport of ozone. Of the mechanisms considered here, the Cl'-catalyzed aerobic reaction, as given by ZM, best accounts for our observations. The ZM mechanism is consistent with the following observations: (1) the absence of 03 uptake during the experiments, (2) the absence of observable SO2 uptake in NaC1 aerosol, and (3) the amount of S(IV) uptake was comparable to, but less than, the alkalinity of the sea-salt aerosol. Not accounted for by our calculations using the ZM mechanism, is the dependence of SO2 uptake on SO2 concentration. One would expect that if the amount of S(IV) reacted depended only on the alkalinity, the SO2 uptake would not depend on the SO2 concentration, provided only that the SO2 concentration was not expended. Figure 6 indicates a dependence of SO2 uptake on the SO2 concentration. The amount of SO2 uptake is not only less than the alkalinity, but it is also less than the equilibrium uptake of S(IV) shown in Figure 7 . However, at the highest SO2 concentrations, the S(IV) uptake is approaching the value given by the alkalinity. As stated earlier, we have approximated the effect of sea-salt alkalinity in our calculations by entering the measured titration alkalinity as a constant value in the ionic charge A logical extension of these results to MBL sea-salt aerosol would suggest that a substantial portion of the nsssulfate found in sea-salt aerosol is due to Cl-catalysis. The amount of the nss-sulfate which can be attributed to the ZM mechanism is approximately equal to the alkalinity of seawater (as adjusted for ambient RH). S(IV) oxidation by 03 is probably negligible. S(VI) in excess of the sea-salt alkalinity is the result of other oxidation mechanisms which are more effective than the ZM mechanism at lower pH (pH<~6). Finally we wish to emphasize that our experiments were not designed to isolate the specific mechanism for S(IV) to S(VI) conversion in sea salt. While the ZM mechanism accounts for our observations better than other mechanisms known to us, our results do not eliminate the possibility that there may be other important catalytic mechanisms as yet unidentified which could also explain our observations.
